! ! Solubility data of fenofibrate FI was collected between 5-45°C in seven pure solvents.
M a n u s c r i p t
Introduction
Crystallisation is an important unit operation in many branches of the chemical industry where it is widely used for purification. It is of particular importance in the pharmaceutical industry, as most pharmaceutical products contain crystalline material, and it is often necessary that the process can be controlled to yield crystals of required purity and specified size, shape and polymorph. This requires a thorough control of the supersaturation during the process, and thus an understanding of the thermodynamics of solution as well as of the solid state. The ability to predict what solvents are most appropriate for a particular compound and process is highly desirable. This requires an understanding of how the compound interacts with different solvents to explain the solubility and the crystallisation behaviour. 1-methylethyl 2-[4-(4-chlorobenzoyl)-phenoxy]-2-methylpropanoate (fenofibrate) is a mediumsized, flexible, chlorinated and lipophilic molecule. The molecular structure is shown in Fig.  1 . The vast majority of literature dealing with this compound concerns its clinical action, bioavailability, and formulation [1] [2] [3] [4] [5] . In addition there is some limited literature concerning its physico-chemical properties [6] [7] [8] [9] [10] [11] , including spectroscopic and analytical data [12] [13] [14] [15] , and the crystal structures of its two known polymorphs [16] [17] [18] . Some rough solubility data for a number of solvents are reported, with no mention of temperature [7] . However, at the time of writing (to the best of the knowledge of the authors), there is almost no published data of good quality on the solubility in different solvents. In the present work, the melting properties and the heat capacity of the pure compound in the solid state and as a melt have been experimentally determined and solid phase thermodynamic properties estimated. The solid-liquid solubility has been determined in seven different solvents and is analysed within a thermodynamic framework to estimate solution activity coefficients and to examine the temperature dependence of the solubility. As thermodynamic properties of a solid phase are strongly dependent on the crystal structure, the A c c e p t e d M a n u s c r i p t 4 work includes a careful characterisation by spectroscopic and diffraction methods of the particular solid phase for which the thermodynamic data are presented. Table 1 lists the chemicals used, where they were obtained and their listed purity. All chemicals were used as received without further purification. 
Experimental work

Materials
Solubility
Excess solid fenofibrate was placed in 10-15 ml of solvent in 30 ml sealed vials, equipped with magnetic stirrer bars. The temperature was controlled by a water-bath (Grant GR150, stability ± 0.005 K and uniformity ± 0.02 K at 310 K). The solutions were stirred for 24 hours. Some of the supernatant liquid was extracted into pre-heated syringes and was then filtered into empty vials. The filters (0.2 μm PTFE) and syringes were pre-heated to 10 K above the dissolution temperature. The vials were sealed and weighed immediately in order to minimise evaporation. They were then left open in a fume hood for the solvent to evaporate. The vials and dry fenofibrate were weighed twice daily until no further weight change was observed (the balance was accurate to ± 0.0001 g). At least two samples for each condition were collected.
Crystallisation
Undersaturated solutions of fenofibrate in seven different solvents (methanol, ethanol, 1-propanol, acetonitrile, ethyl acetate, acetone, and toluene) were put in vials sealed with Parafilm. The seal was punctured with a number of holes to allow solvent to evaporate at a slow rate. The vials were left in a fume hood at room temperature until nucleation and crystal growth occurred.
Solutions of fenofibrate in five different solvents (methanol, ethanol, 1-propanol, acetonitrile and ethyl acetate) were also prepared in sealed, stirred vials with concentrations corresponding to saturation at 318 K. These vials were preheated in a water-bath at 328 K for over four hours, and then quickly cooled in a water-bath at 293 K until nucleation and crystal growth occurred without agitation.
Solid-state Characterisation
M a n u s c r i p t Melting properties of the stable form I were measured with differential scanning calorimetry (DSC) using a TA Instruments MDSC 2920. Samples (5-7 mg) were encapsulated in hermetically sealed aluminium pans, and heated at 3 K/min. The (extrapolated onset) melting temperature T m and the associated enthalpy of fusion Δ fus H (T m ) were determined by averaging over five DSC scans. The isobaric, specific heat capacity (C p ) of the stable form I and of the melt was determined using the MDSC 2920 operated in modulated mode using hermetically sealed aluminium sample pans. A modulation period of 100 s and amplitude of 1.0 K were used, with an underlying constant heating rate of 3 K/min. The sample was heated past its melting point, immediately cooled to room temperature and then reheated again, and results were averaged over five scans. Calibration was carried out according to standard procedure against the melting properties of indium, and the heat capacity signal was calibrated against a sapphire sample using a linear calibration correction function based on four repeat scans. Differences in mass between sample pan and reference pan were kept within ± 0.10 mg. Repeated heating-cooling cycles were carried out using a PerkinElmer Pyris 1 differential scanning calorimeter (DSC). About 5 mg of a sample of the stable polymorph in a 40 μl aluminium pan covered by an aluminium lid with pinholes was heated from 223 K to 373 K at a rate of 10 K/min, then cooled and reheated at the same rate, and also reheated after four days storage at room temperature. M a n u s c r i p t Fig. 3 . FTIR spectra of fenofibrate as received and crystallised from ethanol, ethyl acetate, and acetonitrile.
Results and Analysis
Solid-state Characterisation
Essentially no differences between samples of crystals obtained from different solvents were detected by FTIR, NMR or DSC. TGA showed no decomposition or mass loss below 469 K (not shown). It was confirmed by PXRD that the commercially available solid material consists of the stable polymorph (form I), and furthermore only form I was recrystallised from all solvents, as the peak positions were the same in all cases (Fig. 2) , matching the positions predicted using the known crystal structure. Some significant variations in peak height were found, most easily explained as preferred orientation effects due to insufficient grinding and the morphology of the crystals. The crystals from the alcohols tended to be more elongated, as opposed to the others which were roughly equant or blocky. Toluene is an exception as it induced a plate-like habit. Also, fast cooling crystallisation produced elongated or needle-like crystals demonstrating the effect of high supersaturation. Grinding was deliberately restrained due to concerns about accelerating solid-state transformation of any metastable polymorph which could have been formed [16] . The FTIR spectra in Fig. 3 are consistent with the reported spectra for unsolvated fenofibrate, and the TGA curves and NMR measurements corroborate that no solvates were formed.
DSC thermograms of crystals of form I show a single endothermic peak. Immediate cooling and reheating following melting with DSC show no recrystallisation or melting peaks. However, after leaving the melted sample for 4 days at room temperature, two separate melting peaks were observed upon reheating (Fig. 4 ) separated by a smaller exothermic peak, likely indicating melting of the metastable form II together with recrystallisation of form I. This would be consistent with the DSC experiments from the initial discovery of the metastable form II [16] .
Melting data are given in Table 2 . The extrapolated onset melting temperature is somewhat lower than previously published values (353-354.8 K) [1, 4, 7-9, 13, 16] but the melting enthalpy is slightly higher (27.3-33.4 kJ/mol) than the published values [1, 4, 8, 9, 16] .
A c c e p t e d M a n u s c r i p t Fig. 4 . DSC thermograms of fenofibrate as received on heating (blue, curve 1), cooling (red, curve 2), first reheating (green, curve 3) and second reheating after 4 days of storage (purple, curve 4).
The specific heat capacity of form I was determined in the temperature interval 260-335 K and that of the melt in the temperature interval 305-395 K, each as the average of five scans. A linear regression model, Eq. (1), was fitted to the data:
The coefficients of Eq. (1) are given in Table 2 together with scan details. Table 3 gives average values of the heat capacity of form I and the melt at different temperatures. Fig. 5 shows the average heat capacity curves and 90% confidence limits, together with extrapolated linear regression models for form I and the melt. A c c e p t e d M a n u s c r i p t Table 3 . Selected values of the heat capacity of the solid and the melt, averaged over 5 runs each. A c c e p t e d M a n u s c r i p t where ΔC p represents the heat capacity difference between the pure melt and the solid. Using extrapolated linear regression models for the heat capacities of form I and the melt (Eq. (1)), ΔC p can be described by a linear equation:
Using data in Table 2 
In Fig. 6 , the resulting Gibbs energy, enthalpy and entropy of fusion of form I are plotted vs. temperature. It can be seen that at room temperature, the enthalpy of fusion differs quite significantly from the value at T m , stressing the importance of the contribution from ΔC p . However, much due to the compensation from entropy, the Gibbs energy of fusion is the fairly small sum of its larger enthalpic and entropic components, at least above room temperature. 
Solubility
The solubility of fenofibrate form I over a range of temperatures in the seven different solvents are reported in Table 4 and illustrated in Fig. 7 .
M a n u s c r i p t The solubility expressed in g/kg solvent is lowest in the alcohols and highest in acetone. The solubility curve of acetonitrile intersects that of ethyl acetate slightly above 30°C. On a mole fraction basis across all investigated temperatures, the solubility is lowest in methanol, followed by ethanol, 1-propanol, acetonitrile, acetone and ethyl acetate. The mole fraction solubility of 2-propanol is mostly between that of ethanol and methanol, and shows a decreasing trend with decreasing aliphatic chain length. In all solvents the solubility increases with higher temperature, most particularly in the alcohols.
M a n u s c r i p t Fenofibrate is a medium-sized aprotic hydrophobic molecule whose intermolecular forces consist of London forces and Debye interactions and therefore is expected to exhibit a higher solubility in similarly aprotic solvents [19] . This explains why the solubility of fenofibrate in the alcohols is much lower than in acetonitrile, ethyl acetate, and acetone. Solvents with both hydrogen bond donors and acceptors will preferably interact with other hydrogen bonding solvent molecules. That fenofibrate is almost insoluble in water is a good illustration of this. It also explains why fenofibrate is more soluble in alcohols with longer aliphatic chains, because when the alkyl chain is longer the hydrogen bonding alcohol group is less significant compared to the dispersion forces. A longer chain will also make the alcohol more polarisable overall. The fact that the solubility in 2-propanol is lower than that in 1-propanol corroborates this. The forces involving permanent dipoles will become weaker at higher temperatures compared to the more flexible dispersion forces. This can be seen in how the mole fraction solubility curve of 2-propanol gradually approaches that of ethanol as the temperature increases, showing that the lower polarisability due to the position of the alcohol group becomes less significant at a higher temperature. For the alcohols at 303 K the molar ratio of solvent to solute is still quite high (125-226), but at 318 K this ratio has decreased to about 12 in 1-propanol, 18 in ethanol, and 25 in methanol. Accordingly, at higher temperatures, the number of solvent molecules is below or close to that required to form the first solvation shell.
Conversely, acetonitrile, ethyl acetate and acetone, like fenofibrate, have only hydrogenbonding acceptors and their intermolecular forces will be more similar in character to those in fenofibrate. Comparing acetone and 2-propanol, the difference in solubility due to the hydrogen bonding in the alcohol is dramatic; at 293 K on a mole fraction basis the solubility in acetone is 20 times greater than in 2-propanol. The small size of the acetonitrile molecule gives it a disadvantage with respect to dispersion forces compared to larger molecules like M a n u s c r i p t 13 ethyl acetate. This size effect on acetonitrile's polarisability is somewhat mitigated by the lower electronegativity of nitrogen compared to oxygen as illustrated by an increased boiling point. In the case of acetonitrile, ethyl acetate and acetone, the solvent to solute molar ratio is much lower than in the alcohols. For acetonitrile it is 22 at 293 K, and only 9 already at 303 K. The latter is clearly lower than that expected to be required for a complete first solvation shell. In acetone and ethyl acetate, the solvent to solute ratio is less than 10 at 288 K, and at 318 K in acetonitrile and ethyl acetate it is only about 2.
Our solubility data show some differences with the data published previously [7] , but notably the temperature control in that work is stated as: ± 5 K. They report a solubility value in hexane which is lower than in the alcohols, and a value in chloroform that is higher than in ethyl acetate. Preliminary tests carried out at room temperature were found to approximately corroborate these observations, and in addition it was found that the solubility in toluene is also quite high (comparable to ethyl acetate). The lower solubility of fenofibrate in hexane compared to toluene demonstrates the benefit of interaction by stacking of aromatic rings. The large size of the chlorine atoms of chloroform may help to explain the particularly high solubility.
If the reference state of the activity of pure solid form I of fenofibrate is taken as the pure compound in the form of a supercooled melt at the same temperature, i.e. the same as for the solute in solution, we get:
where a s is the activity of solid fenofibrate, a eq is the activity of fenofibrate in saturated solution, and γ eq is the corresponding activity coefficient at saturation in a solvent where the mole fraction solubility is x eq . a s can now be expressed in terms of the Gibbs energy of fusion:
With Eq. (7), this becomes:
In order to investigate the temperature dependence of solubility from the temperature range of experimental data up to the melting point, an empirical function, Eq. (11), has been derived from a simple third order polynomial with respect to (1/T), altered to conform to the limiting behaviour [20] of solubility curves with decreasing T m -T as given by Eq. (12 a) and Eq. (12 b). For each solvent, the three coefficients of Eq. (11) have been fitted to the experimental data, given in Table 5 .
M a n u s c r i p t (11)) for each solvent, extrapolated to T m . The ideal solubility (equal to ln a eq ,) calculated using Eq. (10), is also shown. Frequently, in publications reporting solubility data, van't Hoff plots are presented as straight (or almoststraight) lines, and in some cases it is even stated, implicitly or explicitly, that a van't Hoff plot should yield a straight line. Obviously this is not the case for fenofibrate in many of the evaluated solvents. However, in ethyl acetate and acetone the van't Hoff curves do exhibit linear behaviour, with data points falling very close to the ideal solubility line. In the case of ethyl acetate, extrapolation of a straight line fitted to experimental data to ln x = 0 leads to an estimated T m which is just 3.3 K higher than the experimentally measured value, while for acetone the estimated value is 2.8 K lower. The solubility in the other solvents reveals clear positive deviation from Raoult's law and the van't Hoff curves show a markedly non-linear behaviour over the range of temperatures studied, leading to an "inverted S-shape" at extrapolation to the melting point; a combination predicted as a possibility in previous work [20] .
M a n u s c r i p t In all solvents except ethyl acetate, the activity coefficient decreases with increasing temperature to reach unity at the melting point. In ethyl acetate the activity coefficient is very close to unity over the entire temperature range. The slope of a van't Hoff curve yields an enthalpic term, called the van't Hoff enthalpy of solution [20, 21] which is not the same as the calorimetric enthalpy of solution:
